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ABSTRACT: Electrochemical supercapacitors utilizing 
α-MnO2 offer the possibility of both high power density 
and high energy density. Unfortunately, the mechanism 
of electrochemical charge storage in α-MnO2 and the 
effect of operating conditions on the charge storage 
mechanism are generally not well understood. Here, we 
present the first detailed charge storage mechanism of 
α-MnO2 and explain the capacity differences between 
α- and β-MnO2 using a combined theoretical 
electrochemical and band structure analysis. We 
identify the importance of the band gap, work function, 
the point of zero charge, and the tunnel sizes of the 
electrode material, as well as the pH and stability 
window of the electrolyte in determining the viability of 
a given electrode material. The high capacity of α-MnO2 
results from cation induced charge-switching states in 
the band gap that overlap with the scanned potential 
allowed by the electrolyte. The charge-switching states 
originate from interstitial and substitutional cations 
(H+, Li+, Na+, and K+) incorporated into the material. 
Interstitial cations are found to induce charge-
switching states by stabilizing Mn-O antibonding 
orbitals from the conduction band. Substitutional 
cations interact with O[2p] dangling bonds that are 
destabilized from the valence band by Mn vacancies to 
induce charge-switching states. We calculate the 
equilibrium electrochemical potentials at which these 
states are reduced and predict the effect of the 
electrochemical operating conditions on their 
contribution to charge storage. The mechanism and 
theoretical approach we report is general and can be 
used to computationally screen new materials for 
improved charge storage via ion incorporation. 
Introduction 
The promise of simultaneous high energy and power 
density has sparked growing interest in electrochemical 
supercapacitors.1,2 In addition to double-layer capacitance,3 
electrochemical supercapacitor materials are known to store 
charge at the surface and near-surface region through 
electrochemical charge transfer processes. Unlike bulk 
phase-changes, the processes leading to charge storage in 
these materials occur at extraordinary rates with cycle 
lifetimes of >105 cycles.4,5 These charge transfer processes 
have been described as occurring at broadened equilibrium 
potentials that overlap to result in a nearly linear 
dependence of charge transferred (Q) versus applied 
potential (Φ), and thus a nearly constant capacitance 
(  
  
  
).6 This electrochemical behavior mimics the 
rectangular-shaped cyclic voltammetry (CV) curves of 
double-layer or parallel-plate capacitors and is therefore 
termed “pseudocapacitance”. Because electrochemical 
supercapacitor electrodes based on manganese dioxide (α-
MnO2) exhibit a high experimental specific capacity and are 
composed of low toxicity earth-abundant elements, they 
have become an attractive choice for commercialization.7–9  
Model Description 
In this study, we reveal the fundamental basis for fast and 
highly reversible charge storage in α-MnO2. Our analysis is 
performed within a widely transferrable band diagram 
framework to evaluate the electrochemical mechanism of 
charge storage, as illustrated in Figure 1. In this framework, 
incorporated cations are modeled as extrinsic impurities 
using solid-state defect theory to identify the cation-
induced electronic levels within the band gap (charge-
switching states). These cation induced electronic gap states 
store charge by accepting and donating electrons as the 
applied potential shifts the Fermi level (εf) above and below 
their charge switching potentials, respectively. The role of 
charge-switching by interstitial cations and other defect 
states has been studied for a variety of applications,10–13 
however the approach we apply here to identify 
thermodynamically accessible charge-switching states 
within an electrochemical framework has not been 
previously used to study charge storage materials which 
incorporate cations. Our approach evaluates the alignment 
of the potential at which charge-switching states accept or 
donate electrons with the scanned potential window (SPW) 
allowed by the electrolyte, beyond which the electrolyte 
undergoes oxidation or reduction.  
Figure 1. Band diagram and charge-switching alignment of an electrochemical supercapacitor electrode. (a) Simplified 
band diagram description of the electrode components. The electrode is composed of an electrically conducting current collector, 
an electrochemically active electrode material with a bulk band gap (Eg) and an electrolyte with a known stability window, outside 
of which it undergoes either oxidation or reduction. Electrochemically active electrodes possess defects with electronic energy 
levels within the band gap that undergo electrochemical reduction/oxidation to store charge. Consequently, we define these defect 
levels that lead to charge storage as “charge-switching states”. The operating window is limited to the region of potentials where 
the electrode band gap and electrolyte stability window overlap. (b) Charge-switching states at potentials (  
 ) are broadened by 
interactions with their surroundings resulting in a nearly linear relationship between potential and stored charge, and a constant 
capacity. 
The equilibrium potentials (E0) and thermodynamics of 
these charge-switching states are computed using quantum 
mechanical calculations employing periodic density 
functional theory with a screened non-local exchange-
correlation functional (HSE06)14,15; computational details are 
provided in the Supporting Information (SI). We utilized a 
bulk description to calculate cation induced gap (defect) 
states and incorporated the influence of the electrolyte via 
pH and cation chemical potential corrections to simulate 
the environment near the electrode surface. This framework 
identifies the importance of the band gap, work function, 
and point of zero charge of the electrode material, as well as 
the pH and stability window of the electrolyte as the 
primary properties that determine the viability of a given 
electrode material for charge storage. 
α-MnO2 as a Charge Storage Material 
Until now, no detailed mechanism has been developed for 
the fast, reversible charge storage observed in α-MnO2. 
However, many experimental observations pertaining to the 
mechanism have been documented and any proposed 
mechanism must be reconciled with these observations to 
be viable.  Ex situ X-ray photoelectron spectroscopy (XPS) 
studies indicate that the charge storage process in aqueous 
electrolyte involves the formation and disappearance of 
hydroxyl groups on the electrode surface and a concomitant 
change in the formal oxidation state of Mn from 3+ to 4+.8,16  
Also, an observed pH dependence of charge storage suggests 
that processes mediated by protons account for ~1/2 of the 
specific capacity of α-MnO2.
17,18  Other cations, in addition to 
protons, are also involved in charge storage and are thought 
to contribute the remaining capacity.8,16,17,19 Both protons 
and larger cations have been described to intercalate and 
deintercalate19,20 through bulk α-MnO2 during charging and 
discharging.21 These observed sources of charge storage have 
been combined to express the reactions involved in the 
charge storage mechanism of α-MnO2 as
8,16,17,19 
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where M+ represents a singly charged cationic species. A 
similar expression describes reactions between α-MnO2 and 
multiply charged cations involved in charge storage. 
The specific capacity of MnO2 strongly depends on its film 
thickness and crystalline phase, with specific capacitances 
reported for thin-film α-MnO2 of ~1000 F/g and as high as 
1380 F/g, which corresponds to 1.1 electrons per Mn 
center.16,22  In contrast, crystalline α-MnO2 materials exhibit 
a bulk capacitance of only ~200 F/g, while the β-MnO2 
crystalline phase has a meager bulk capacitance of ~10 
F/g.23,24 One explanation given in the literature for the 
capacity differences between α-MnO2 and β-MnO2 is the 
tunnel (also called channel) sizes of their crystal structure; 
α-MnO2 has larger tunnel sizes that have been suggested to 
enhance ion diffusion (e.g. proton conductivity) and provide 
additional adsorption sites to accept cations.16,25,26 However, 
the pervasiveness of surface and bulk protons incorporated 
into metal oxides without tunnel structures13,27,28 and the 
observed charge storage in crystal materials without tunnel 
structures, such as RuO2
8, suggests that the smaller tunnel 
size alone does not preclude β-MnO2 from storing charge by 
an analogous mechanism. Our work identifies dramatic 
differences in the electronic properties of α-MnO2 and β-
MnO2 and elucidates a detailed charge storage mechanism 
that explains the capacity difference between these 
crystalline phases, as well as the higher capacity of thin-film 
α-MnO2. 
Results and Discussion 
Band Alignments of α- MnO2 and β-MnO2 
The band alignments for α- and β-MnO2 are plotted on an 
absolute scale with respect to an electron in vacuum in 
Figure 2. The alignments were determined using calculated 
pH-corrected work functions of 7.7 and 8.1 eV for the (110) 
surfaces and a calculated indirect band gap of 2.7 eV and a 
direct band gap of 1.6 eV for α- and β-MnO2, respectively. SI 
Section A describes how these band gaps were determined 
by benchmarking HSE06 against GW0 quasiparticle 
calculations. The SPW within the allowed aqueous 
electrolyte window is also displayed for comparison. This 
analysis shows that the experimental SPW (0 to 1 V vs. 
Ag/AgCl)29,30 does not overlap with the band gap of β-MnO2. 
For a β-MnO2 electrode, the SPW is entirely in the 
conduction band, so the potential at a β-MnO2 electrode 
will simply be pinned in the conduction band over the SPW 
and the charge-switching states in β-MnO2 will not switch 
charge at experimentally accessible potentials. Thus, β-
MnO2 is not an effective charge storage material in aqueous 
electrolyte, as observed experimentally.  In contrast, the 
band gap of α-MnO2 overlaps with the SPW. Therefore, α-
MnO2 will be a viable charge storage material if its charge-
switching states lie within the portion of its band gap that 
overlaps the SPW of the electrolyte, and its charge-
switching states are thermodynamically favorable. 
 
Figure 2. The absolute band edge energies of α-MnO2 (left) and 
β-MnO2 (center) and the electrochemical scanned potential 
window (SPW) for MnO2 in aqueous electrolyte at pH = 7.4 
(right). 
Cation Induced Electronic Charge-Switching States  
The possible cation incorporation locations we investigate 
that may lead to induced electronic charge storage states in 
MnO2 are depicted in Figure 3a. α-MnO2 possesses both 
small 11 and larger 22 tunnels, whereas the β-MnO2 
structure only exhibits the smaller 11 tunnels (tunnel sizes 
are in units of MnO2 octahedral blocks). The views along the 
[001] directions show the locations of interstitial 
incorporated cations (2×2Mi and 
1×1Mi). The 
2×2Mi cations are 
located in the larger 22 tunnels, whereas 1×1Mi  cations are 
positioned in the smaller 11 tunnels. Also depicted are 
manganese vacancies (VMn) and their cationated form (MMn), 
which are Mn vacancies occupied by an M+ cation. These 
incorporated cations (substitutional and interstitial) all 
potentially lead to electronic states that store charge at 
potentials within both the band gap and the SPW of the 
electrolyte. In addition, Figure 3a also illustrates oxygen 
vacancies (VO) for reference. Oxygen vacancies prevalent in 
manganese oxides are interesting for other applications, but 
are not expected to contribute to cation incorporation 
charge storage. The strategy we use here for studying 
incorporated cations expands upon existing techniques for 
calculating equilibrium potentials in battery materials31,32 by 
evaluating multiple possible charge states for a given cation 
incorporated into the host electrode material. 
A comprehensive electrochemical thermodynamic picture 
for defects (oxygen vacancies and incorporated cations) in 
α-MnO2 at a simulated pH of 7.4
23,33 is shown in the plot of 
formation energy versus potential in Figure 3b. In this plot, 
defects with a particular charge become thermodynamically 
favorable when their formation energies (∆Ef) are less than 
zero. The potentials marked in Figure 3b indicate the 
potentials at which it is thermodynamically favorable for 
defects to accept an additional electron and therefore store 
Figure 3. Vacancy and proton induced charge-switching states of α-MnO2 and β-MnO2. (a) Crystal structures and defect sites of α-
MnO2  and β-MnO2 with manganese atoms shown in blue and oxygen atoms shown in red.  Results for (b) α-MnO2 and (c) β-
MnO2 showing formation energies (ΔEf) and location of charge-switching potentials as a function of applied bias (Φ). The band 
gaps are indicated by the dashed vertical lines and the projected density of states (PDOS) for the negatively charged interstitial 
proton defects are shown in the bottom panel. (see Figure 4 for the nature of the charge-switching states).
charge. By scanning the applied bias to more reducing 
potentials (from left to right), an electron is transferred to 
the state at each point marked on the line, provided that the 
defect is present. Because the potential will be pinned at the 
valence band and conduction band edges, the formation 
energies are not plotted beyond the band gap. The accuracy 
of the predicted charge-switching model is corroborated by 
multiple experimental observations; a) We predict that 
protons will occupy Mn vacancies, creating Ruetschi-type 
defects as observed experimentally;34 b) Our results show 
Mn vacancies become favorable at Φ < 0.1, and O vacancies 
become favorable at Φ > 0.8, resulting in a predicted stable 
potential window similar to the experimental potential 
window of 0 < Φ < 1.0 V vs. a Ag/AgCl reference 
electrode29,30; and c) We show that interstitial protons (1×1H 
and 2×2H) and protonated Mn vacancies (HMn) undergo 
charge-switching at potentials within the SPW of the 
electrolyte, indicating that these defects lead to proton 
mediated charge storage in α-MnO2.
16–18  
The calculated density of states (DOS), band gap and the 
SPW allowed by the aqueous electrolyte are also displayed 
for reference for α-MnO2 in Figure 3b. The indirect band gap 
of α-MnO2 overlaps with the SPW and also contains charge-
switching states within the SPW. Thus, α-MnO2 possesses 
the requisite properties for charge storage. In contrast, our 
calculations show that the charge-switching states that lie 
within the band gap of β-MnO2 are outside the SPW (see 
Figure 3c). This analysis extends beyond the simplistic 
analysis limited to examining the tunnel sizes of each phase 
and more accurately explains the charge storage properties 
of each material. These results demonstrate why α-MnO2 is 
a viable charge storage material and why β-MnO2 does not 
effectively store charge in aqueous electrolyte, as observed 
experimentally. 
Dominant Interstitial Cation Mechanism in α-MnO2 
The dominant mechanism of charge storage in α-MnO2 
results from interstitial cations incorporated into the 
structure (illustrated in Figure 4a), as has been suggested in 
other work.25,35 Our results show that interstitial protons or 
cations, M+ localize near oxygen atoms. The Coulombic field 
of M+ distorts the electronic distribution of the adjacent 
Mn-O bond, which stabilizes the corresponding Mn-O 
antibonding d-p * orbitals from the conduction band into 
the band gap. The projected DOS (PDOS) (Figure 4b) shows 
that these Mn-O antibonding states are primarily composed 
of Mn[3d] orbitals, which agrees with XPS results that 
indicate a change in the Mn valency from 4+ to 3+ over the 
SPW.16 Applying a potential bias of sufficient magnitude and 
direction to the electrode populates or depopulates these 
stabilized antibonding orbitals leading to charge-switching 
of these interstitial defects. For thin-film α-MnO2 at a pH of 
7.4, Li+, Na+ and K+ have favorable interstitial formation 
energies for the 2×2Mi site, whereas formation of interstitial 
H+ is favorable for both the 1×1Mi and 
2×2Mi sites (Figure 4b).  
Figure 4. (a) Illustration of the mechanism by which interstitial (top) and substitutional (bottom) cations create charge-
switching states in α-MnO2. Formation energy and charge-switching state alignments versus potential for cations in (b) the 
2x2 tunnel and (c) Mn vacancies in α-MnO2. The charge-switching states within the band gap are marked for Mn (blue), H 
(black), Li (green), Na (purple) and K (orange).  The states within the scanned potential window consist of interstitial 
cation defects and cationated Mn vacancies. The dominant orbital character of the states is denoted by the colored arrows 
in the PDOS shown in the lower panel. 
The favorable incorporation of larger cations into the 2×2 
tunnels of α-MnO2 is corroborated by the natural existence 
of cryptomelane (KMn8O16) and the spontaneous 
incorporation of Na+ into α-MnO2 as observed 
experimentally.36 These interstitial cations also all induce 
charge-switching transitions that occur within the SPW, and 
should therefore all contribute to charge storage in α-MnO2. 
Secondary Substitutional Cation Mechanism 
A secondary mechanism for charge storage in α-MnO2 
results from cation substitution at Mn vacancies, as 
illustrated in Figure 4a. Removing a Mn atom to form a Mn 
vacancy eliminates interactions between the Mn and 
neighboring oxygen atoms and creates non-bonding O[2p] 
orbitals that are destabilized from the valance band into the 
band gap. For α-MnO2 at a pH of 7.4, H
+, Li+, Na+ and K+ all 
form cationated Mn vacancies that lead to charge-switching 
states within the SPW, as shown in Figure 4c. When a 
cation occupies the Mn vacancy, a substitutional defect 
results with a more negative formation energy than the 
corresponding Mn vacancy. 
The substitutional cation interacts with and stabilizes the 
nonbonding O[2p] orbitals that resulted from formation of 
the vacancy, shifting them towards the valence band. The 
substitutional cation also interacts with Mn-O antibonding 
states to stabilize them and shift them from the conduction 
band into the band gap, as shown in Figure 4c. This effect is 
analogous to the stabilization of Mn-O antibonding states 
by interstitial cations in the 2×2Mi sites. The radius of the 6-
fold coordinated Mn4+ center removed to form the vacancy 
is ~0.5 Å.37 Consequently, Li+ with a radius of 0.6 Å occupies 
this vacancy more favorably over the SPW than the larger 
cations we studied. For more oxidizing conditions our 
calculations predict that up to four protons will 
preferentially occupy Mn vacancies creating Ruetschi-type 
defects.34 This suggests that a cation exchange process, if 
kinetically accessible, may also be active over the SPW for 
substitutional cations. However, the formation of cationated 
Mn vacancies requires the removal of a sub-surface Mn 
atom, and the dissolution of Mn2+ within the scanned 
potential window. This process is expected to require a large 
kinetic barrier that limits the number of these states and 
consequently reduces their contribution to charge storage. 
Cation Size Effects  
While our results predict that Li+, Na+, and K+ all 
incorporate at 2×2Mi sites and result in induced states with 
similar electronic character, our calculations show that 
cations larger than Na+ are sterically hindered within the 
2×2 tunnels of α-MnO2 (Figure 5a). The analysis that led to 
this conclusion was performed using the ionic radii of 4-fold 
coordinated cations37 with the ionic radius of a proton taken 
to be zero. The maximum passable ionic radius rmax is 
estimated using the calculated diagonal oxygen-to-oxygen 
distance in the 22 tunnel (lOO = 5.01 Å) and the ionic radius 
for O2- (rO = 1.21 Å).
37 rmax for a 2×2 tunnel was then found to 
be 2×2     
 
 
(       )         Å. Figure 5b illustrates the 
effect of the size of the cation species on the formation 
energy to incorporate it at an interstitial site.  The ionic 
radius of K+ is larger than rmax and so the formation energy 
of 2×2Ki is greater than the formation energy of 
2×2Nai, as Na
+ 
is slightly smaller than rmax. 
 
Figure 5. Effect of cation size in 22 tunnels of α-MnO2. (a) 
Illustration of the parameters used in analyzing cation size 
effects. (b) Effect of the cation species on the formation energy 
for it to incorporate at an interstitial site. (c) Distance between 
the coordinated cation and the center of the 22 tunnel. (d) 
The energy of the most positive charge-switching state for a 
given interstitial cation plotted relative to the energy of the 
valence band maximum (VBM). 
The distance d between the coordinated cation and the 
center of the 22 tunnel is shown in Figure 5c. Of the 22 
interstitial cations, H+ and Li+ are located close to the tunnel 
wall, whereas Na+ and K+ localize near the center of the 
tunnel and interact more equally with the neighboring 
oxygen atoms. The charge-switching potential of the most 
positive charge-switching state for a given interstitial cation 
is plotted relative to the energy of the valence band 
maximum in Figure 5d. For example, the Na+ interstitial 
defect has an electrochemical potential for charge-switching 
at 2.1 V vs. EVBM or ~0.9V vs Ag/AgCl. As the electrode is 
scanned past this potential, our calculations show that the 
interstitial Na+-induced gap states change charge state. All 
four interstitial cations have different charge-switching 
potentials resulting from their dissimilar formation energies 
and their interactions with the neighboring oxygen atoms in 
the tunnel walls, resulting in capacity differences for 
different cations as observed experimentally.17,18,21,38 Na+ has 
the most favorable interstitial formation energy in the 2×2 
tunnels of α-MnO2. 
An analogous charge storage mechanism is predicted for 
the 1×1Mi site where an interstitial cation induces a charge-
switching state that undergoes electrochemical reduction to 
store charge. However, because 1×1rmax is only 0.40 Å, protons 
are the only singly charged cation small enough to occupy 
1×1Mi sites. Therefore, only interstitial H
+ contributes to 
charge storage in the 1×1 tunnels. This is corroborated by 
experimental observations that indicate that both protons 
and larger cations contribute to charge storage in α-MnO2 
where roughly half of the capacity originates from 
protons.8,16,18 We calculate that reduction (electron transfer 
to adjacent Mn-O antibonding orbital) for interstitial 1×1H+ 
occurs at 0.8 and 0.9 V vs Ag/AgCl.  Thus, our calculations 
predict that as the potential is scanned past these two 
electrochemical potentials, the proton defect changes 
charge state by undergoing two discrete one electron 
reductions, in agreement with XPS results showing the 
dissociation and formation of hydroxyl groups.16  
High Charge Storage Capacity and Rate 
The mechanism of charge storage based on the 
electrochemical reduction of states induced by interstitial 
and substitutional cations described above for α-MnO2 at a 
pH of 7.4 predicts a high charge storage capacity arising 
from multiple charge-switching states within the SPW and a 
rapid charge-discharge rate. The interstitial and 
substitutional mechanisms we identify as leading to charge 
storage are supported by the large observed capacity of 
cryptomelane (KMn8O16)
39,40 and the enhanced capacity of 
α-MnO2 when pre-intercalated with large amounts of Na
+.36 
In the limit of non-interacting defects and thin-film α-
MnO2, the interstitial cation mechanism shown in Figure 4a 
will result in 1.5 electrons transferred per Mn-center (See SI 
Section H), with a small additional contribution from the 
substitutional cation mechanism, also shown in Figure 4a.  
This accounts for the 1.1 electrons per Mn center observed 
experimentally for thin-film α-MnO2.
16 For the interstitial 
cation mechanism, our calculations predict no ion transport
Figure 6. Effect of operating conditions on α-MnO2 charge storage. (a) Quantitative electrochemical band-diagram 
description of α-MnO2 in aqueous electrolyte at a pH of 7.4 (b) Calculated potential/pH diagram demonstrating the effects 
of pH on the band alignment and charge-switching potentials of cation incorporation states in α-MnO2 relative to the 
scanned potential window and the pH dependence of interstitial and substitutional formation energies in α-MnO2.
through the electrode because protons and larger cations 
will favorably reside in 1×1 and 2×2 tunnels regardless of the 
applied potential, as shown in Figure 4b. This 
computational result of ions favorably residing in the crystal 
tunnels counters previous assumptions that the charge 
storage mechanism in α-MnO2 must involve the transport of 
ions across the double-layer during charge and discharge.19–
21,41However, our assertion that a fraction of the charge 
storage capacity exhibited in these materials does not 
involve ion transport through the bulk electrode or across 
the double-layer agrees with the high rate of charge-
discharge achievable by α-MnO2 electrodes.
19,21,22 
Furthermore, the secondary mechanism for charge storage 
based on substitutional cations (Figure 4a) does involve ion 
transport across the double-layer as the formation energy 
for cation incorporation transitions between being favorable 
and unfavorable over the SPW (Figure 4c). Again, we 
predict that the majority of the capacity arises from 
interstitial cations and is thus not mass-transport limited.  
Broadening of Peaks Leads to Rectangular CV 
The calculated band diagram and charge-switching states 
for α-MnO2 are shown in Figure 6a. This analysis follows the 
framework presented in Figure 1. As an α-MnO2 electrode is 
scanned from 0 to 1 V versus Ag/AgCl, each charge-
switching state appears as a peak on the CV scan. Similarly, 
the electrons involved in reducing or oxidizing the state 
appear as current at the applied electrochemical potential in 
a chronopotentiogram. The charge-switching states that 
switch charge at potentials within the SPW are the states 
that contribute to charge storage. However, we expect that 
the potential at which each charge-switching state 
undergoes reduction or oxidation shifts depending on the 
effects of its specific environment. For example, the charge-
switching potential will shift as a result of interactions with 
the solvent and other nearby adsorbed species or defects. 
Furthermore, the potential at which states change charge 
will also shift as a function of distance from the surface due 
to the interfacial field that gives rise to “band bending.” 
These and other effects of the surroundings of the 
incorporated cations broaden their charge-switching 
potentials into a distribution spread about each reduction 
potential, E0. Both the distribution of the equilibrium 
potentials of the available states and their broadening due 
to band bending lead to a more rectangular CV — a unique 
characteristic of pseudocapacitive electrochemical charge 
storage in α-MnO2.  
Choice of Electrolyte and Operating Conditions 
The effect of electrochemical operating conditions on the 
charge storage mechanism in α-MnO2 is shown in Figure 6b.  
The top figure in Figure 6b is similar to a Pourbaix diagram 
and shows the electrolyte pH (i.e. αH
+) sensitivity of the 
band alignments, charge-switching potentials and stability 
of MnO2 with respect to the SPW. We find that the 
operating conditions must be thoroughly considered for 
optimal charge storage and performance.  For α-MnO2, the 
pH and scanned window that produce the largest capacity 
in an aqueous electrolyte have been empirically determined, 
and result in a large capacity contribution from the surface 
and near-surface where band-bending occurs, and a smaller 
(but non-zero) capacity contribution from the bulk.  
The effect of the electrochemical operating conditions on 
charge storage in α-MnO2 predicted by our charge storage 
mechanism explains the higher observed capacitance for 
thin film α-MnO2 relative to bulk α-MnO2.
16,23 A pH near 7.4 
favors MnO2 stability and produces better alignment of the 
surface and near-surface α-MnO2 band gap that facilitates 
cycling over a larger fraction of the distribution of charge-
switching potentials. In contrast, at a pH of 1.7, the pHPZC 
value for α-MnO2 (see Methods section), the allowed 
potential shifts into the equilibrium region for forming Mn2+ 
and has minimal overlap with either the band gap or 
charge-switching potentials. This potential of zero charge 
(PZC) pH condition corresponds to the flat band potential 
of bulk α-MnO2 and indicates that the contribution to 
capacitance from bulk α-MnO2 is limited relative to thin 
film α-MnO2 capacities under optimal conditions.  
Our calculations predict that the heats of formation are 
also sensitive to pH such that the concentrations of the 
different defects can be thermodynamically tuned in 
consideration of the electrochemical operating conditions 
(Figure 6b). We stress that the analysis delineated in Figure 
6 is applicable to any ion-mediated charge storage material 
to determine the optimal electrochemical operating 
conditions that maximize the density of charge-switching 
states within the SPW while maintaining material stability 
during cycling. For instance, if a non-aqueous electrolyte 
with a larger stability window and lower oxidation potential, 
and an appropriate proton activity were used, the proton-
induced charge-switching states of β-MnO2 could be made 
electrochemically accessible at potentials within the overlap 
of the band gap and electrolyte window.  
Conclusions 
Insights for Material and Electrolyte Selection 
Our model and analysis identifies mechanisms by which 
a) interstitial cations induce charge-switching states in α-
MnO2 through stabilization of Mn-O antibonding orbitals 
from the α-MnO2 conduction band and b) cations stabilize 
high energy dangling O[2p] bonds resulting from Mn 
vacancies. Within the non-interacting defect limit of our 
approach, these mechanisms will result in 1.5 electrons 
transferred per Mn-center, which accounts for 
experimentally observed charge storage of up to 1.1 e-/Mn in 
aqueous electrolyte.  Additionally, the identification of 
cation-mediated charge storage mechanisms at positive 
potentials makes α-MnO2 an attractive candidate as a 
cathode material for lithium ion, sodium ion, and potassium 
ion batteries.  
The charge-switching of these ion-induced band gap 
states as a mechanism to store charge should be generally 
applicable to other charge storage materials. For example, 
other multivalent metal oxides may incorporate interstitial 
cations that form charge-switching states through 
stabilization of M-O antibonding orbitals from the 
conduction band that localize in the band gap. We expect 
that the multivalent character of the metal center 
accommodates the localization of charge in these 
antibonding states leading to their stabilization into the 
band gap. Additionally, other metal oxides may also contain 
substitutional cations that interact with high energy O[2p] 
dangling bonds created by metal center vacancies to form 
charge-switching states in the band gap. We anticipate that 
materials could also be developed in which anions shift 
valence-band states into the band gap by a similar 
mechanism.  For instance, the anion induced charge-
switching states created by O2- intercalation may be 
responsible for the observed charge storage in LaMnO3.
42 If 
these charge-switching states overlap with the SPW allowed 
by the electrolyte, those materials will store charge by an 
analogous mechanism to the one proposed here for α-
MnO2. 
Summary 
In this work, we have identified an array of physical 
properties for electrode materials and electrolytes which 
work in concert to determine the viability of a material to 
store charge via ion incorporation.  These include the band 
gap, work function, point of zero charge, the tunnel sizes of 
the electrode material, as well as the pH and stability 
window of the electrolyte. Our results predict that materials 
with band gaps that overlap with a given electrolyte window 
and that have thermodynamically accessible charge-
switching states are good candidates as fast and highly 
reversible charge storage materials. The band edge 
alignment of many materials with respect to the aqueous 
electrolyte window have been studied for applications in 
photoelectrochemical water splitting, and several have been 
identified as having poor water splitting abilities due to the 
presence of mid-gap states.43  We suggest that these poor 
water splitting materials may be ideal for charge storage if 
these gap states lie within the SPW of the electrolyte. 
Computational materials screening applying the framework 
we have developed here to describe charge storage in α-
MnO2 can be employed to rapidly downselect and  identify 
viable new charge storage materials; in line with efforts 
already in place to computationally identify materials for 
other electrochemical applications.44,45  In general, the 
theoretical model for studying charge storage mechanisms 
developed and applied in this work should be applicable to 
the discovery and optimization of new charge storage 
materials.  
Methods 
Defect Formation Energy Calculations  
Electronic structure calculations were performed using 
density functional theory with a screened non-local 
exchange-correlation functional (HSE06).14,15 This functional 
was calibrated to the results of quasiparticle band structure 
calculations performed using partially self-consistent GW0 
calculations;46,47 additional computational details are 
provided in the SI. Bulk formation energies (  ) for a given 
defect and charge state were derived from total energy 
calculations.  For a given defect (D) in charge state q,    is 
expressed in terms of the chemical potentials    of the 
defect atom ( ) and electron ( ) according to:    (     )  
    
        
           . Here,     
   
 and     
  are the 
calculated total energies of the defective (D) and perfect (P) 
supercells, respectively, and    is the change in the number 
of atoms of   corresponding to the crystal defect.10  
The values of    are constrained by the stability relations 
of the constituent species necessary for the given phase to 
exist in equilibrium.   For a MnO2 phase,    values are bound 
by Mn-rich and O-rich conditions such that the stability 
relation            (    ) is satisfied within these 
bounds.  Here,    (    ) is determined from total energy 
calculations of the perfect crystalline MnO2 phase of interest 
and constituent atoms in their reference states.  The 
introduction of H+, Li+, Na+, and K+ interstitial or 
substitutional cation defects were accounted for by 
including the hydroxide forming limits in the stability 
relationships             (   )  where again 
   (   ) is determined from total energy calculations of a 
molecule of MOH and the constituent atoms M, O and H in 
their reference states. These five stability equations contain 
six unknown chemical potentials (  ,    ,    ,   ,    and 
   ).  If any unknown    is specified, the others are 
determined from the five stability relations.  In this work, 
equilibrium experimental conditions are used to define the 
   to predict     relevant to electrochemical supercapacitor 
(ECSC) operating conditions.  
Chemical Potential of H at the Experimental pH and 
Applied Bias.  
The value of    is specified in this work according to the 
H2/H
+ equilibrium relationship under an applied bias 
as    
 
 
           
    .  Here, Φ is the applied bias 
versus a reference, e is a positive elementary charge,    
  is 
the chemical potential of an electron at the reference 
potential, and μH+ is the chemical potential of the proton, 
which we approximate from the experimental pH by taking 
          (  ).
48 For aqueous MnO2 electrochemical 
supercapacitors, Φ is commonly scanned from 0.0 to 1.0 V 
relative to a Ag/AgCl reference electrode.  For this work, we 
reference Φ to Ag/AgCl by taking the potential of the 
Standard Hydrogen Electrode (SHE) versus vacuum as 4.44 
V49,50 and Ag/AgCl vs. SHE as 0.197 V,48 yielding a value of 
   
            . Additionally, the dissolved salt used in 
aqueous MnO2 ECSCs is typically a weak base such as KCl or 
Na2SO4 at concentrations  1 M.   Therefore, a slightly basic 
pH of 7.4 arising from the 0.1 M Na2SO4 aqueous electrolyte 
commonly employed for MnO2 ECSC systems
23,33 was used 
to specify             . 
Inserting the experimentally defined values of    
  and     
into the H2/H
+ equilibrium relationship with an applied bias 
results in a linear dependence of μH on applied potential 
(    ). Furthermore, Φ can be directly related to εf, such 
that    (     )             (   ).  As a result, the 
inclusion of an applied potential Φ into the calculation of μH 
results in an integer shift in the slope of ΔEf vs. εf for each 
charge state q (SI Section F). This approach differs from 
previous defect formation studies where ΔEf  are plotted as a 
function of εf for a set of fixed μi; here μH as a function of Φ 
is included in the stability relations to enable calculation of 
equilibrium defect formation energies ΔEf of an electrode 
material at electrochemical operating conditions.  
Work Functions and Potential of Zero Charge 
Corrections.  
In order to reference the band gaps of bulk crystalline α-
MnO2 and β-MnO2 to the SPW, the work functions (W) of 
these materials must be determined.  We calculated W of α- 
and β- MnO2 using the electrostatic local potential following 
the method of Fall et al.51 The change in the local 
electrostatic potential between the material slab and 
vacuum (ΔVel) was determined by performing 72-atom 
unrelaxed slab calculations, while εf was calculated with 
respect to the average local electrostatic potential using 
bulk periodic calculations. W of bulk materials depends on 
the surface termination due to the influence of the electric 
fields created by surface dipoles of different terminations — 
for this work, the thermodynamically favorable close-
packed (110) surfaces were used to determine W for both α- 
and β- MnO2 (SI Section D).
52,53  
When interface conditions produce a net surface charge 
density, the band edges at the surface shift relative to the 
PZC, resulting in bending of the electronic bands. A net 
surface charge produced by acid-base conditions, such as at 
the experimental pH of 7.4 common in MnO2 ECSCs, shifts 
the band edges by an energy determined using the 
Nernstian relationship             (        ).  We 
set the value of pHPZC to 7.3 for pyrolusite (natural β-MnO2) 
and 1.7 for cryptomelane (α-MnO2 with potassium doping) 
to evaluate the band bending corrections due to the 
electrolyte.54–56  
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